(Fe bru a ry 16, 1965) Elec tro mutive-force me th ods a nd ce ll s with o ut liquid junc ti on have bee n uti lized to de te rmin e the ac id ic d issociati on co ns ta nt of protona ted tri s(h ydrox ymethyl)a min ome th a ne 12-amino-2-( hydrox yme th yl)-1, 3-p ropa ne di ulJ in 50 wt pe rce nt methan ol so lv e nt a t se ve n te mp eratures fro m ]0 to 40°C. Th e c ha nge of the di ssoc iat ion co ns ta nt with te mp e ra ture has bee n used to calc ul a te th e c ha nges of en th a lpy, e ntrop y, and heat capac ity wh e n th e di ssoc ia ti on ta kes pl ace in th e s ta ndard s tate. Compa ri so ns with earli e r me as ure me nts in t he aqu eo us me dium revea l no grea t d ifl'e re nces in the e nth a llJ Y a nd e ntropy, s ugges tin g th a t wate r parti c ipates in prefe re nce to me th a nol in th e pro tolyti c react io n eve n in 50-pe rce nt mc thanol. It is s ho wn th a t e lectros tati c co ns id e rati ons a lo ne a re un a ble to ex plain th e so lve nt efl'ec t on th e di ssociati on e ne rgy, a nd a s ubs ta nt ia l " b as ic it y e fl'ec t" is indi cated . Th e ac tivit y-coe ffi c ie nt te rm for th e a m ine h ydroc hl orid e in e q uim ola l a min e-sa lt bufl'e rs has bee n eva lu a ted a nd co mpa red with s imil a r d a ta in th e wa te r so lve nt.
Introduction
Acid-base s tudi es of organic co mpound s only sli ghtly soluble in wate r are so me tim es co nve ni e ntly made in a solvent con sis tin g of e qual parts by weight of water and methanol. In ord er to facilitate th e de te rmination of pH and pK in 50-perce nt me th a nol, an operati onal pH scale has rece ntly bee n es tabli shed for this solve nt mixture [1) 2. The stand ard sc ale, defin ed in a mann e r consistent with th ermodynamic di sso ciation constan ts and activity coeffi cients in 50-percent me thanol, is fixed by three suitable refe rence solutions, namely an acetate buffer, a phosphate buffer, and a soluti on of sodium hydrogen succinate .
As a part of the earlier work, the di ssociation constants of acetic acid. and dihydrogen phosphate ion in 50-perce nt methanol were determined from 10 to 40°C These two acids are of c harge types AOBand A-B=, respectively. H er e A and B refer respectively to the acid and its conj ugate base. The results for the enthalpy and entropy of ionization in 50-perce nt methanol were of inte rest for their bearing on the relati on between charge type and solve nt effec t.
If: Prese nted before th e Di vision of A na lytical Che mi s try at the 149th National mee ting of the Am e ri can Che mical Socie t y, De troit , Mic h., on April 7, 1965. T he di ssociation cons ta nt of an acid of c harge type A+Bo, nam ely th e acid conju gate to th e wea k unc harged base 2-ami no-2-{hydroxym e thyl)-1, 3-p ropanediol or tri s{hydroxym e thyl)aminom e than e ,3 has b een s tudi ed in 50-percent me thanol from 10 to 40°C. The associated th e rmodynami c quantiti es have bee n derived . Buffe r solutio ns composed of thi s primary amin e and its salt ha ve proved extraordinarily useful for pH control in biologi cal syste ms [2] _ 2. Experime'Iltal Methods
.1. Materials
An aqueous solution of twice-di s tilled hydroc hloric acid was use d as a primary standard. Its molality was determined by gravimetric chloride de termination ; the standard deviation derived from three de terminations was 0.01 percent. The purity of four lots of c rystalline tri s{ hydroxym e thyl)aminom e than e (obtained from co mmercial sources) was found to be 99.92, 99.94, 99.94 , and 100.22 percent b y titratio n with the s tandard solution of hydroc hloric ac id _ Weight burets were used, and each sample was adjusted to the theore tical equivalence point (PH 4.54 in a 0.1 M solution of the ne utralized base) with the aid of glass-electrode measurements.
. 3 For bre vity, thi s base will so me times be re fe rre d 10 as " tri s" a nd th e correspo nding hydroc hloride as " tris hydroc hloride."
For convenience, many of the cell solutions were , prepared from a commercial grade of tris hydrochloride together with the free base. The emf of cells containing buffer solutions prepared in this way was compared with solutions of identical nominal molalities prepared from tris and the standard solution of hydrochloric acid. Three buffer concentrations spanning the range covered in the study were compared in this way. The difference in emf was found to be 0.39 m V with a standard deviation of 0.05 m V. The cells prepared with the tris hydrochloride gave the higher emf. The recorded emf for cells prepared in this way was adjusted to correspond to that obtainable with pure tris (assay 100%) and the standard solution of hydrochloric acid.
On examination, the tris hydrochloride obtained commercially was found to be very close to stoichiometric neutrality; measurements of pH and buffer capacity showed that the product contained no appreciable excess of either the base or of hydrochloric acid. Analysis for chloride by gravimetry showed, however, that the acidic and basic components, while present in equivalent amounts, were both present in lower quantity than expected (about 99.1 percent of theoretical). Furthermore, samples of the salt prepared by the authors by ne utralizing the pure tris with hydrochloric acid were also found to assay from 99.1 to 99.6 percent.
The inert impurity in the commercial product, thought to be water by the manufacturer, could not be identified. 4 Drying at temperatures low enough to preclude decomposition of the salt did not materially increase the assay value. 5 Although drying brought about some improvement in the results of the carbon and hydrogen analysis, the figures were inconclusive:
Commercial sample", ...... "."""" " "" .. " ,,.
Commercial sample, after drying""" .. """" The supposition that the impurity was electrochemically inert was confirmed by a comparison of the correction to the emf observed (0.39 m V) with that to be expected from the known assay (0.46 m V). The difference corresponds to only 0.001 unit in pK.
The methanol with which the solvents were prepared was "Spectro Grade," of the same quality as that used in the earlier studies in 50 wt percent methanol solvents [1, 4] . di cated the presence of D.l to 0.3 perce nt of water. The authors are ind ebted to R. J. Hall for these results and for the elemental analysi s.
Procedures
In general, the experimental procedures followed those used in determining the dissociation constant of tris in water [5] . Electromotive force measurements of the cell Pt;H2(g, 1 atm), tris' HCl(ml), tris(m2) in 50 wt percent methanol, AgCl; Ag where ml and m2 are molalities, were used. Thirtyfour solutions, all with buffer ratio close to unity, were studied. When tris hydrochloride was used, a stock buffer solution was prepared by weighing the free base, the salt, and water. The remainder of the solutions were prepared by dissolving a known weight of tris in a known weight of standard hydrochloric acid. The necessary weight of methanol was then added, together with more water, to achieve the desired solvent composition. Each cell contained one hydrogen electrode and one silver-silver chloride electrode. The emf measurements at the seven temperatures were made in a variety of sequences. A complete series required from two to three days. The solubility of silver chloride in a methanol-water solution of tris was not determined, as it had bee n found insufficient to require corrections in aqueous solutions [5] . Methanol IS presumed to lower the solubility still further.
Results
The emf data are summarized in table 1. Corrections have been made to the reference hydrogen partial pressure of 1 atm with the aid of the recorded barometric pressure and the known total vapor pressure of the methanol-water solvent at the temperature in question [4] . The emf recorded for those solutions prepared by weighing tris and the solid hydrochloride was further corrected for the known deficiency of ionized chloride in these solutions.
Calculation of the Dissociation Constant
The calculation of pK, where K is the acidic dissociation constant of 2·ammonium-2-(hydroxymethyl)-1,3-propanediol (that is, tris' H+) in water, has been described in detail in earlier papers [3, 5] . The corresponding dissociation constant in 50 wt percent methanol, referred not to the standard state in water but to that in this solvent, is termed p(sK). The procedure for obtaining p(sK) is entirely analogous to that for the computation of pK (that is, g(wK)) in water.
"Apparent" values of p(sK)' were computed from the emf E by the equation fI Tris h ydruch loride was used to prc p mt' th e soluti o ll s of Serie s I and II , but hydrochl ori c acid was used for S eri es J II a nd IV .
where A and B are constants of the Debye-Hiickel th eory [6, 7] and a is the "ion-size parameter." The values of the standard e mf sEQ in 50 wt percent methanol have been reported elsewhere [4J-
The acidic strength of tris hydrochloride in this solvent, as in water, falls in the region where solvolysis of both the free base and the protonated base is minimal; hence, the buffer ratio is accurately given by m2/ ml , and the ioni c strength I is ide ntical with ml_ Th e thermodynamic p(J() is obtained by extrapolating valu es of p(sK)' to the limit of 1=0 ("infinite dilution "). If the Deb ye-Hiickel equation is an adequate re prese ntation of the activity-coefficient term, the plot of p (sK)' as a f unc tion of I will be a straight line of slope --f3 when a suitable value of the ion-size parameter d is c hosen_ It will usually be curved for other valu es of d_ O . Seri es I.
• Seri es II .
o Sel ;c, Ill.
• Se ri es IV . Figure 1 is a plot of the data at 25°C. [3, 5] . These "observed " values of p(sK) can be re presented within a bout 0.001 unit by the fo llowing eq uation , which is of the form proposed by Harned and Robinso n [8] : where T is the temperature in oK. The p(sK) calculated by eq (2) is given in the next to the last column of table 2_ It is evident that the protonated form of tris(hydroxymethyl)aminomethane is a stronger acid in 50 wt percent methanol than it is in pure water, where the pK is 8.072 at 25°C [3, 5] _ This increase of strength is in accord with earlier measurements of the solvent effect of methanol on acids of this charge type [9, 10,-11 ] _ In general, the p(sK) goes through a minimum in the range of solvent compositions between 70 and 90 wt percent methanol and then rises sharply as the concentration of solvent water becomes low_ It has been shown that this behavior cannot be explained by the electrostatic effects of the changing dielectric constant alone_ Nevertheless, qualitative consistency among the solvent effects on pK for acids of different charge types can be achieved if a second parameter characterizing the alteration in the basicity of the medium is introduced [12] 
The values of these thermodynamic quantities in 50 wt percent methanol are compared in table 3 with the same quantities for the dissociation in the aqueous medium [3, 5] _ The standard deviations in 50-percent methanol can be estimated by the procedure outlined by Please [13] _ Assuming a standard deviation of 0.001 in p(sK) , the results of the estimate are as follows : All of th e valu es g ive n we re de rived fro m a three-cons tant equ ation of the same fOTIII as e q (2) e xcept those give n in pare nth eses. In c al c ulatin g these, pK was fitted to a fourconstant e quation (re prese nted b y eq (2) with an additi o nal term A 4T 2 added 10 th e ri g hthand side).
The replacement of one-half of the water solvent, on a weight basis, by methanol has evidently failed to produce profound , changes of a magnitude and character sufficient to suggest that the solvation pattern has been drastically altered . It seems likely, therefore, that the fundamental dissociation process in 50-percent methanol is, as in water, the transfer of a proton from combination with tris to combination with a basic water molecule _
Significance of the Solvent Effect
The effect of solvent on the Gibbs energy change for the dissociation of a weak acid has sometimes been ascribed to a change in the electrostatic selfenergy of the ions. The simplest expression for the electrostatic energy of a mole of univalent ions is that of Born [14] : (7) where N is the Avogadro number, e the electronic charge, E the dielectric constant of the medium, and rs the radius of the (spherical) ion. The assumption made here is that the solvent is a continuous medium with a dielectric constant equal at all points to the macroscopic dielectric constant. The dissociation of tris' H + is an isoelectric process:
where BH + represents the protonated base and SH is the amphiprotic solvent. The change in electrostatic energy on transfer from water to 50-percent methanol is then (8) where E' is the dielectric cons tant of 50-percent methanol (56.3 at 25°C) and E is that of water (78.30 at 25 DC). Thus 6.G el will have a positive value if r BH+> r H+.
Although the value to be assigned to the radius of the hydrogen ion (designated SHi , or simply H + in the absence of precise knowledge of its solvated structure) may be in dispute, it is difficult to see how this radius could be larger than that of the protonated tris cation, BH+.
An atom model of the tri s catio n s hows that this ion is not unlike the te traethyla mmo nium ion in size and shape. A radius of 4 A has bee n ascribed to the latter [6] , and it may be take n as a reaso nable estimate of the radius of the tri s catio n as well. A n ion with thi s radius contributes 0.87 kJ moJ-1 to the elec trostati c energy chan ge on tra nsfe r fro m wa ter to 50·pe rcent methanol.
The diffi c ult y in a ppJ yin g eq (8) to a n acidi c dis sociation process li es in our igno ra nce of the effec tive radiu s of the hydroge n ion. T here is, howe ver, co nside rable evide nce [1 5 ] th a t the hydroge n ion is intimately assoc. iated with fo ur wa te r molec ules in solve nts containing a co n'sid erable a mount of wate r, and we can reasonably ide ntify the radius of thi s hydrated hydroge n ion with the diame ter of the water molecule, 2.8 A.
An ion of thi s size contributes 1.24 kJ mol-1 to the electrosta tic e nergy.
Th e total electros tatic effec t on dissociati o n of th e protonated form of tri s should th e refore be 0.4 kJ mol -I. The experim e ntal value of -1.45 kJ mol-li s ve ry differe nt a nd of opposite s ign. A s imila r a no maly see ms to hold for all pro tonated bases, for exa mple o-c hloroanilinium ion and m-nitroa nilinium ion [12] . This res ult has bee n ascrib ed to an in crease in th e basicity of the solv e nt o n th e additio n of me th a nol, whi c h may well be due to a degrad a ti on of the water stru c ture by me th anol. A s truc ture-pro moting e ntity is more effective in a me th anolic solve nt tha n in wa te r, because the re are more opportuniti es fo r th e wate r s truc ture to be pro moted .
Hydroge n io n sho uld be one of the bes t structure promoters, and therefore we have a reason able explanation of the increase in acidity of proto nated tri s on addition of me thanol. Th e magnitude of the effect is surpris ing, howe ver ; it mu st be of th e ord er of -2 kJ mol-1 if th e total e ffect is -1.45 kJ mol-1 a nd + 0.4 kJ mol-I must be ascribed to the electros ta ti c effect.
It is worthwhile to co nsider whe ther thi s di sc re pancy may be du e to inadequacies of the simple Born treat· me nt. In a n effort to explain th e Gibb s e nergy cha nges on the transfer of electrolytes fro m water to de ute rium oxide , Hepler [16] has recently consid ered th e consequences of assuming a model s uggested by th e work of Ritson and Hasted [17] . Three regions of solve nt distribution around an ion are distin guished in thi s treatment. From the surface of the ion of radius rs to a distance 1.5 A from its center is a re gion of dielectric saturation, with a dielec tric constant Esat. For water solvents, Esat may be taken as 5 [16] . At di s tances (r) greater than 4 A from the center of the ion, the solve nt has its macroscopic dielectric consta nt Eo. In the intermediate region, the dielectric constant varies line arly with r:
Eo-Esat ( ) E = 2.5 r -1.5 + Esat· (9)
The varia tion of the di electric constant in wa ter and in 50-perce nt me tha nol with di s tance from the center of the ion is shown sche mati cally in fi gure 2.
Th e elec trostatic e ne rgy of a univale nt ion is then given by 
For an io n of rad ius 4 A, only the las t te rm of eq (10) a ppears, a nd the elec tros tati c energy of the ion is ide nti cal with th at calc ulated by the Born equa tion.
Thus th e electros tatic e nergy (LlG BH +) of th e pro to na ted tri s cati on is s till 0.87 kJ mol-I. If the hydroge n io n has a rad iu s of 2.8 A, the firs t te rm of eq (1 0) from 2.8 to 4 A. Equation (12) now becomes
for the hydrogen ion . On substitution of th e appropriate values of Eo and Eo we obtain aGH+ = 1.35 kJ mol-I for the transfer of a mole hydrogen ions from water to 50-percent methanol. It thus appears that the calculated gain in electrostatic energy due to dissociation of the tris cation is now + 0.48 kJ mol-I, in even more marked contrast with the observed value of -1.45 kJ mol-I. The calculation therefore serves to emphasize that, no matter how doubtful some of the assumptions about the ionic radii may be, the basicity effect in the opposite direction must be of considerable magnitude, in fact about 2 kJ mol-I.
Further evidence for the existence of a pronounced increase in solvent basicity when methanol is added to water to make a 50 wt percent mixture is found in the energies of transfer of hydrochloric acid from water to this mixed solvent. The standard emf of the cell with hydrogen and silver-silver chloride electrodes in 50-percent methanol has been found [4] to be 0.19058 V at 25°C, or 31. 76 m V lower than the value in water. Thus the transfer of a mole of hydrogen ions and a mole of chloride ions from water to 50-percent methanol is accompanied by an increase in Gibbs energy of 3.06kJ. The radius of the chloride ion is known [18] to be 1.81 A. Using the Born model, we calculate that the chloride ion should contribute 1.91 kJ mol-I which, together with 1.24 kJ mol-I for the hydrogen ion, gives 3.15 kJ mol-I for the transfer of hydrochloric acid. This calculated figure is perhaps not in very serious disagreement with the observed value. Nevertheless, it is derived on the assumption that the macroscopic dielectric constant holds at a distance of 1.81 A. It is in this region that the Hepler treatment gives results markedly different from those furnished by the Born equation. For example, the electrostatic term for the chloride ion is 3.08 kJ mol-I by the Hepler treatment. This value, together with 1.35 kJ mol-I for the hydrogen ion, gives a total of 4.43 kJ mol-I for the transfer process from electrostatic considerations alone. By comparison with the observed Gibbs energy change (3.06 kJ mol-I) it is again seen that the basicity effect must amount to about 1.4 kJ mol-I.
Data are availabie for the solvent effect on the dissociation of acetic acid, but, in view of the very unsym· metrical shape of the acetate anion, it is doubtful that either the Born equation or the Hepler treatment can be usefully applied to data for this acid. However, the second dissociation of phosphoric acid is a more suitable case, because of the higher symmetry of the oxygen atoms surrounding the phosphorus atom.
From density data [19] , the partial molal volume of potassium dihydrogen phosphate can be es timated to be 39 ml mol-I; a value of 1.5 ml mol-I has been ascribed to the potassium ion [20] , leaving 37.5 ml mol-I for the dihydrogen phosphate ion. A mole of spherical ions with radii 2.5 A would have this partial molal volume and would contribute 1.64 kJ mol-l to the electrostatic energy.
Similar c alculations are difficult to make for the bivalent hydrogen phosphate ion (HPO;), because the density data for sodium dihydrogen phosphate solutions are fragmentary. The available data, however, suggest a radius of about 2 A and, therefore, a contribution of 2.49 kJ mol-I to the electrostatic energy. This figure must be quadrupled, however, because of the double charge on this ion. The net effect due to hydrogen ion, H2P04, and HP04 is 9.7 kJ mol-l co mpared with the observed value oJ 7.1 kJ mol-I.
It would be unwise to imply that these values of the electrostatic energy calculated with only estimated values of the ionic radii have any exactitude_ It is important, however, to note that whenever a reasonable assumption can be made about these ionic radii, the electrostatic contribution is higher by 1 to 3 kJ than the observed energy change. In other words, there is always a term of considerable magnitude for the "basicity effect" that does not figure in the electrostatic treatment.
Activity Coefficient of Tris Hydrochloride
The success of the extrapolation procedure embodied in eq (1) in this and other similar situations 6 justifies the substitution of the Debye-Hiickel formula for the activity-coefficient term in the expression for the dissociation constant of a protonated amine, BH+. Thus for the process BH + +SH=B+SH~ (14) one can write [23]
where y ± is the mean activity coefficient of the amine hydrochloride. Straight-line extrapolations such as those shown in figure 1 could not be obtained when "reasonable" values of 3 to 5 A were used for the ion-size parameter & in eq (1) , and the line s hown corresponds to & = O. A similar anomalous behavior of the activity-coefficient term in aqueous buffer solutions ' composed of other aliphatic or aromatic amines and their salts has been observed in the co urse of a number of similar studies. [26] , aminopyridin e [27], and piperidine [28] . The abnormally small or e ve n negative value of Ii suggests that ion pairs of mode rate stability exist in these buffer soluti ons, and in the study of piperidine it was Ro ssible to account for th e results with an ion size of 4 A wh e n a co rrec tio n was made for ion-pair formation [28] .
Th ese observations are s urpri sin g in vi e w of th e fact that the activity coe ffi cie nt of aqueous ammonium c hloride at 0.1 m is not greatly diffe re nt from that of pota.ssium c hlorid e at th e sa me molality [29] . Th e Iso ple stl c me th od by whi c h th ese ac tivity coe fficients we re de te rmin ed is unfortunately not capable of furnishin g prec ise data for activity coefficients much below a molality of O_L One can, ho wever, derive the activity coefficients of am monium c hloride and tris hydrochloride in e quimolal buffe r so lution s [BH +(m), B(m)] from the e mf data used t? de rive pK and from the s lopes of the extrapolation lin es s uc h as tho se shown in figure 1 (see eq (15)). Th e results for th e ac tivit y coeffi cie nts a nd osmotic coe ffi cie nts of ammonium c hlorid e and tri s hydrohlor id e are co mpared in (1) describes th e activity coelt ;t' nt term by two param e te rs in two separate term s . The results s hown in ta bl e 4 mea n the refore, that the variati o n of the activity coe ffici e n~ of ammonium c hloride (and probably of amine hydroc hlori des as well) with io nic s tre ngth is partitioned be tween the two te rms in a diffe re nt ma nn e r from th at c haracterizing th e behavior of th e alkali me tal chlorides. The reaso n for this diffe re nce s hould probably be so ught in th e differ e nt stru ct ures of th e hydration s he lls of th e two types of cation and in th e co ncomita nt effec ts on th e mi c roscop ic di elec tri c co ns tant in th e imm ediate vicinity of th e ion s. Th e data for tri s buffe rs in 50 wt perce nt me than ol ca nnot be used to derive th e activity coe ffi c ie nts for tri s hydrochloride by eq (15) , in th e a bse nce of informatio n co ncernin g th e activities of bot h li'js and the so lve nt in th e me thanoli c medium. It is of inte res t however, to co mpare th e left-hand side of eq (15) fOI: equimolal buffe rs of tri s and its hydroc hlorid e (ml = m2) In 50 wt perce nt me than ol with th a t for th e same buffe rs in wate r. Such a co mpari so n is s hown in fi gure 3. Th e standard s tates in th e two solvents diffe r, so that th e activity coe ffi cien t beco mes unity at 1 = 0 in eac h case. Th e De bye-Hu c kel limitin g s.lopes for th e two solve nts are indi cated by dashed lInes, and th e ge ne ral s imilarity of th e c urves s uggests that th e re are no great differe nces in th e patte rn of be havior in th e two me di a of different co mposition s. As expec ted, de partures from id ea lity are (Treater at a given ioni c s tre ngth , in th e solve nt of lo~e r di : elec tri c co ns ta nt. Furtherm o re, th e positive deviati ons from th e limitin g law are more pronounced in 50-pe rce nt me thanol than in water.
Although thi s be havior is a co nseque nce of a large r value of -f3 (eq (15) ) in the me thanoli c solve nt it is impossible at the prese nt tim e to state with cer~ainty whether it arises from diffe re nces in th e salt effec t ' on y ± or on (aSI'I!YB)' It is like wise impossible to decide on the basis of this e vidence what is the true nature of SH in eq (14) , that is , which of the two types of solvent molecules plays the predominant role in the protolysis of BH +. H ere again, there seems to be little evidence of a drastic c hange in th e nature of the reaction process , such as would be expected if methanol re placed water to any large ex te nt in th e solvation shells of the proton and th e acid BH+ or base B.
